The anodic behavior of simulated nuclear fuel (SIMFUEL) in solutions containing H 2 O 2 and HCO 3 − /CO 3 2− has been studied electrochemically and using surface analytical techniques, in particular X-ray photoelectron spectroscopy. Two anodic reactions are possible, the oxidative dissolution of UO 2 and H 2 O 2 oxidation. The rates of both reactions are controlled by the chemical release of U VI surface species, and can both be increased by the addition of HCO 3 − /CO 3 2− . Under anodic conditions the dominant reaction is H 2 O 2 oxidation, although UO 2 dissolution may also be accelerated by the formation of a uranyl peroxocarbonate complex. The recommended approach for the long-term management of spent nuclear fuel in Canada is adaptive phased management that includes centralized containment and the isolation of the spent fuel in a deep geological repository. The repository concept is based on multiple barriers including the fuel bundles, durable metal containers with an outer barrier of copper and an inner carbon steel liner, a clay buffer and seals around the container, and a deep geologic environment.
The recommended approach for the long-term management of spent nuclear fuel in Canada is adaptive phased management that includes centralized containment and the isolation of the spent fuel in a deep geological repository. The repository concept is based on multiple barriers including the fuel bundles, durable metal containers with an outer barrier of copper and an inner carbon steel liner, a clay buffer and seals around the container, and a deep geologic environment. 1 A key barrier is the corrosion-resistant container that is designed to isolate the spent fuel from groundwater until radiation levels in the fuel become insignificant. 2, 3 However, it is judicious to examine the consequences of early container failure leading to the exposure of spent fuel bundles to groundwater. In the anoxic conditions anticipated in a deep geological repository, water radiolysis resulting from the radiation fields associated with fuel will be the only source of oxidants required to drive fuel oxidation. Oxidation of fuel (U IV ) will produce U VI which is considerably more soluble than U IV , and its subsequent dissolution will lead to the release of radionuclides. 4 The alpha radiolysis product, H 2 O 2 , is expected to be the primary driving force for fuel corrosion. [5] [6] [7] The fuel corrosion rate will also be influenced by the groundwater composition. For a Canadian deep geologic repository, 8 the major groundwater species will be Ca 2+ /Na + /Cl − /SO 4 2− with a small amount of HCO 3 − /CO 3 2− (10 −4 to 10 −3 mol L −1 ). The groundwater pH will be in the range 6 to 10. The key groundwater species likely to accelerate fuel corrosion is HCO 3 − /CO 3 2− which is a strong complexing agent for the U VI O 2 2+ ion. 4, 9, 10 The influence of HCO 3 − /CO 3 2− has been investigated in both chemical [11] [12] [13] [14] and electrochemical dissolution experiments. [15] [16] [17] A carbonate concentration ≥10 −3 mol L −1 was found to prevent the deposition of U VI corrosion products on the UO 2 surface leading to a significant increase in the corrosion rate. When a sufficient HCO 3 − /CO 3 2− concentration was present the formation of the underlying U IV 1-2x U V 2x O 2+x film, which forms prior to the onset of dissolution, 5, 18 is also inhibited. 11, 12 Two anodic reactions are possible on an active UO 2 surface; oxidative dissolution of the UO 2 and H 2 O 2 oxidation. The latter reaction can couple with H 2 O 2 reduction resulting in its decomposition to H 2 O and O 2 . Consequently, the corrosion rate of fuel will be determined by the distribution of current between these two anodic reactions. Although the cathodic reduction of H 2 O 2 on UO 2 has been extensively investigated, [19] [20] [21] [22] [23] its anodic oxidation has received minimal attention.
Attempts have been made to determine the mechanistic balance between UO 2 dissolution and H 2 O 2 ] , and recent studies showed that the value of the steady-state E CORR achieved was directly related to the extent of oxidation of the surface (determined by X-ray photoelectron spectroscopy). 24 The carbonate-mediated decomposition of H 2 O 2 has also been reported, the decomposition rate on Ag 2 O, Pt, and Pd being shown to increase by a factor of 2 to 3 in K 2 CO 3 compared to the rate measured in KOH solutions, while the opposite trend was observed on precipitated silver. 35 Navarro et al. 36 also observed an enhanced decomposition in CO 2 /air-purged alkaline solutions which they attributed to the formation of an unstable intermediate, peroxycarbonic acid (H 2 CO 4 ). Csanyi and Galbacs, 37 however, reported that the enhanced rate due to CO 2 disappeared in purified solutions and suggested the catalytic effect observed 36 was due to the presence of trace transition metal carbonato complexes. This was supported by Lee et al. 38 who found the decomposition rate was 9 times faster in Na 2 CO 3 than in NaOH solutions when trace levels of metals (<1 ppm wt) were present. Richardson et al. 39 showed that HCO 3 − can activate H 2 O 2 in the oxidation of sulfides via the formation of HCO 4 − , since the second order rate constants for sulfide oxidation by HCO 4 − were ∼300-fold greater than those for H 2 O 2 . Suess and Janik 40 and Wu et al. 41 reported that H 2 O 2 decomposition was significantly accelerated in aqueous system by adding HCO 3 − /CO 3 2− at high temperatures • C), and attributed this to the formation of active CO 4 2 
Experimental
A conventional three electrode, three compartment electrochemical cell was used for all experiments. The reference electrode was a saturated calomel electrode (SCE) and all potentials in this paper are quoted on the SCE scale. The counter electrode was a Pt sheet with a surface area of 6 cm 2 spot-welded to a Pt wire. The cell was placed in a grounded Faraday cage to minimize interferences from external noise.
The working electrodes were made from simulated spent fuel pellets (SIMFUEL) fabricated by Atomic Energy of Canada Limited (Chalk River, Ontario). SIMFUELs are stoichiometric UO 2 doped with a series of non-radioactive fission products (Pd, Mo, Ru, Rh, Nd, Ce, Zr, Sr, Ba, La, Y) to simulate in-reactor irradiation. 42 The SIM-FUEL used in this study mimics an in-reactor burn-up of 1.5 atomic% which is typical for CANDU fuel. The procedure for electrode preparation has been described previously. 21 The electrodes were polished on wet 1200 grit SiC paper and rinsed with deionized water prior to use. The working electrode was cathodically cleaned at an applied potential of -1.2 V for 2 min prior to an experiment in order to remove any air-formed oxides.
All experiments were conducted in Ar-purged solutions (Praxair) at room temperature. The solutions were prepared using deionized water (18.2 M cm) purified using a Millipore milli-Q-plus unit. The base electrolyte was 0.1 mol L −1 NaCl. The total carbonate concentration ([CO 3 ] tot ) was adjusted with Na 2 CO 3 and NaHCO 3 (Caledon Chemical) ranging from 10 −4 to 2 × 10 −1 mol L −1 , and the solution pH was adjusted, when required, using 0.1 mol L −1 NaOH (Caledon Chemical). Hydrogen peroxide (3% w/v, LabChem Inc.) was added immediately prior to an experiment to a specific concentration in the range from 2 × 10 −4 to 2 × 10 −2 mol L −1 . An Orion model 250A+ pH meter and Orion 91-07 Triode pH/ATC probe were used to monitor the pH before and after electrochemical measurements.
An analytical rotator (Pine Instruments, model ASR) was used to control the rotation rate of the working electrode. All electrochemical experiments were performed with a Solartron model 1287 potentiostat and Corrware software (Scribner Associates) was used to control the potentiostat and record current data.
Cyclic voltammetric (CV) experiments were performed starting from -0. 4 In dissolution experiments, the working electrode was potentiostated at 0.3 V for 4 hours in a small electrochemical cell with a volume of 50 mL. Subsequently, the solution concentration of U was analyzed by inductively coupled plasma atomic emission spectroscopy (ICP-AES).
Scanning electron microscopy (SEM) and X-ray photoelectron spectroscopy (XPS) were used to analyze electrode surfaces before and after anodic oxidation. A Hitachi S-4500 (Hitachi, Japan) field emission SEM with an energy dispersive X-ray analysis (EDX) system was used at an electron acceleration voltage of 15 kV. The XPS analyzes were performed on a Kratos Axis NOVA spectrometer using a monochromatic Al K α (1486.6 eV) source. The instrument work function was calibrated to give a binding energy of 83.96 eV for the Au 4f 7/2 line for metallic gold and the spectrometer dispersion was adjusted to give a binding energy of 932.62 eV for the Cu 2p 3/2 line of metallic copper. Survey scan analyzes were carried out for the energy range 0-1100 eV with an analysis area of 300 × 700 μm 2 and a pass energy of 160 eV. High resolution analyzes were carried out for the U 4f, O 1s, C 1s, and the U 5f valence band regions with an analysis area of 300 × 700 μm 2 and a pass energy of 20 eV. Spectra have been charge corrected to the main line of the C 1s spectrum (adventitious carbon) set to 285.0 eV. Spectra were analyzed using CasaXPS software (version 2.3.14) and involved a 50% Gaussian and 50% Lorentzian fitting routine with a Shirley background correction. 43 In this study, we have resolved both the two spin-orbit split peaks (U 4f 7/2 and U 4f 5/2 ) and the associated satellite structures into contributions from U IV , U V , and U VI following the procedure described elsewhere.
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Results and Discussion
Voltammetry.-Goldik et al. 16 range -0.7 V to -0.9 V confirms that the formation of the U VI layer is reduced.
A series of voltammetric measurements were performed in a HCO 3 − /CO 3 2− -free solution and a solution containing 0.05 mol L −1 Fig. 2 shows sections of the forward scans recorded at two pH values (9.5 and 11.0). At pH = 9.5, the cathodic reduction current readily increased with [H 2 O 2 ], while the increase in anodic current was marginal compared to the background current recorded in the absence of H 2 O 2 . In the presence of HCO 3 − /CO 3 2− , the cathodic current increased slightly probably due to the inhibition of the growth of the U IV 1-2x U V 2x O 2+x layer. This effect has been studied in detail previously. 16 At pH = 9.5 in the presence of HCO 3 − /CO 3 2− the anodic currents increased markedly and displayed a dependence on [H 2 O 2 ] . At the more alkaline pH of 11.0, the current for H 2 O 2 oxidation is increased in both the absence and presence HCO 3 − /CO 3 2− , but particularly so in the latter case. Fig. 3 shows the anodic currents at E = 0.4 V, after correction for the background current ([ partially permeable U VI surface oxide/hydroxide layer. This influence of pH has been discussed previously. 48 A possible explanation for the enhanced anodic current when HCO 3 − /CO 3 2− is present is that the oxide/hydroxide layer is either not present or considerably reduced in thickness.
To examine this possibility, a dual scan experiment was performed. The potential was scanned from various negative limits to the same positive limit (+0.4 V) and back, followed immediately by a second scan over the same potential range. The relevant sections of the forward scans are plotted in Fig. 4 . A lower current on the second scan indicates that the anodic current was suppressed on the second forward scan due to the formation of an oxidized surface layer on the first scan. Providing the negative limiting potential is ≥ -0.3 V (Fig. 4a) , a discrepancy exists between the anodic currents measured on the two scans confirming that the anodic reaction is inhibited by the presence of a surface film. However, this discrepancy became less significant as the cathodic limiting potential was made more negative, and was negligible once the potential was < -0.3 V (Fig. 4b) . This potential dependence confirms that the anodic current up to potentials of +0.4V is inhibited by the presence of a U VI layer which can be removed by cathodic reduction over the potential range -0.2 V to -0.4 V. Previously, in experiments conducted in the absence of HCO 3 − /CO 3 2− , the anodically formed surface layer could not be removed unless the potential at the negative limit was ≤ -0.7 V; 16 i.e., the potential range of the reduction peak C 1 in Fig. 1 .
These results show the electrode surface is more readily cathodically regenerated in HCO 3 − /CO 3 2− , which is consistent with the absence of the reduction peak (C 1 ) in the CV in Fig. 1 Dissolution experiments.-To separate the contributions to the anodic current from the dissolution of UO 2 and the oxidation of H 2 O 2 , the U VI content of the solution was analyzed after anodic oxidation at 0.3 V for 4 h in solutions with and without HCO 3 − /CO 3 2− . At this positive potential the likelihood of H 2 O 2 decomposition by the coupling of its reduction and oxidation is assumed to be negligible since the reduction would be inhibited at 0.3 V based on the CVs in Fig. 2 . Similarly the corrosion of UO 2 by H 2 O 2 is also assumed to be negligible. The analyzed amount of UO 2 2+ was converted to the charge required for oxidative dissolution of UO 2 . Over this period of anodic oxidation the charge consumed in producing the U VI carbonate layer would be negligible. The total anodic charge was obtained by integration of the measured anodic current over the time interval recorded, and the difference between the two charges can be attributed to H 2 O 2 oxidation. Inspection of the CVs in Fig. 2c shows that (pH = 11,
) the ratio of the anodic currents in H 2 O 2 -free and H 2 O 2 -containing solutions is 0.3; i.e., 30% of the current at this potential should go to anodic oxidation/dissolution of UO 2 . Considering that 71.5% of the anodic current was consumed in H 2 O 2 oxidation (Table I ) (i.e., 28.5% was consumed by UO 2 dissolution), the increase of current from H 2 O 2 -free . The increase in current for E > 0.3 V appears to be due to the oxidation of H 2 O 2 on -particles and is currently under investigation. Fig. 6 shows the anodic currents plotted against [CO 3 ] tot . At the lowest potential, 0.10 V, the reaction order is 0.42, but decreases to However, the decrease in reaction order at higher potentials suggests a change in dominant reaction from HCO 3 − /CO 3 2− -induced UO 2 dissolution to H 2 O 2 oxidation. Attempts to confirm this are underway. That H 2 O 2 oxidation is the dominant reaction at high potentials is confirmed by the analyzes in Table I . The influence of potential on the balance between UO 2 dissolution and H 2 O 2 oxidation remains to be determined.
XPS analysis.-XPS analyzes were performed to confirm that the anodic oxidation processes were partially controlled by the presence of surface films in the potential region 0.15 V to 0.3 V. Fig. 7 shows high resolution XPS spectra for the U 4f 5/2 and U 4f 7/2 regions and Fig. 7a , shows that U IV and U V are the dominant oxidation states (> 85%). This is supported by the location of the satellite peaks at binding energies of 7.0 eV and 8.1 eV higher than the U 4f 5/2 peak. It is possible that the small amount of U VI present on the surface can be attributed to slight air oxidation of the surface on transfer to the spectrometer. The surface of the electrode anodically oxidized at +0.3 V in HCO 3 − /CO 3 2− -free solution (Fig. 7b) was dominated by U VI (97%). This conclusion is supported by the presence of the satellite peaks at binding energies of 4.0 eV and 10.0 eV above the U(4f 5/2 ) peak. [49] [50] [51] This analysis confirms the presence of a dominantly U VI oxide/hydroxide surface layer when the anodic oxidation current is suppressed in the absence of HCO 3 − /CO 3 2− , Fig. 2 .
This surface U VI layer was considerably thinner in the presence of HCO 3 − /CO 3 2− , Fig. 7c , a mixture of all three oxidation states being observed. Since the U VI layer formed is rapidly dissolving at 0.3 V it is likely that the measured U VI content of the surface is not a true measure of the U VI surface coverage when the potential was applied but reflects the difficulty in extracting the electrode from the cell without a partial loss of the U VI surface layer. Table II shows the fractions of individual oxidation states determined after anodic oxidation at two potentials, +0.2 V and +0.3 V. In both the presence and absence of HCO 3 − /CO 3 2− the U VI content of the surface is greater at the more positive potential consistent with the thickening of, or more extensive coverage by, a surface U VI layer expected if the anodic current is to be independent of potential as observed, Fig. 5 .
To confirm these analyzes the valence band spectra were also recorded, Fig. 8 . The occupancy of the 5f level (∼1 eV) is in ac- cordance with the deconvoluted 4f spectra varying in intensity as the dominant oxidation state changes from U IV to U VI . These analyzes confirm that the suppression of anodic oxidation in the absence of carbonate can be attributed to the presence of a U VI surface layer thick enough to obscure the underlying U IV 1-2x U V 2x O 2+x layer. In the presence of HCO 3 − /CO 3 2− the surface remains partially blocked consistent with the potential-independent currents measured in this potential region, Fig. 2d and Fig. 5 . Fig. 9a and Fig. 9b show micrographs of the freshly polished SIMFUEL specimen. Micrographs in Fig. 9c and Fig. 9d , recorded after anodic polarization at E = 0.30 V for 1.5 hours in HCO 3 − /CO 3 2− -free solution, indicate little change in surface morphology had occurred, confirming the limited extent of oxidative dissolution. By contrast, after an equal period of anodic oxidation in the presence of HCO 3 − /CO 3 2− the electrode surface had undergone significant dissolution with the development of many etch pits and pores, Fig. 9e and Fig. 9f , consistent with the data in Table I showing the consumption of a considerable dissolution charge. 
SEM imaging.-
Open circuit experiments.- Fig. 10 (Fig. 10), Fig. 12 . In the absence of HCO 3 − /CO 3 2− , Fig. 11 , the fraction of U VI on the electrode surface remained effectively independent of [H 2 O 2 ] over the potential region 1 (Fig. 10 ) when E CORR does not change before increasing in potential region 2 ( Fig. 10) as E CORR increases. This behavior confirms that observed previously, 15 and would be consistent with dissolution controlled by slow U VI release in potential region 1 evolving to localized dissolution at acidified locations in the surface asperities ( Fig. 9c and 9d) Fig. 2 .
CSV measurements.-To confirm the influence of HCO 3 − /CO 3 2− , CSV experiments were performed after the E CORR measurements (Fig. 10 ). Fig. 13 shows the CSVs recorded after corrosion in 0.02 mol L −1 H 2 O 2 in solutions with different [CO 3 ] tot . At the two low concentrations a significant reduction peak, indicating the presence of a substantial U VI surface layer, is observed. As expected from the CV in Fig. 1 this peak is located in the potential range −0.65 V to -0.85 V and can be attributed to the cathodic reduction (Fig. 11) Polarization resistance measurements.-Using the plots in Fig. 2 , it is possible to measure a polarization resistance (R P ) for charge transfer reactions occurring at E CORR by measuring the slope of the current-potential plots over the range E CORR ± 10 mV. Since two open circuit reactions are possible, UO 2 corrosion and H 2 O 2 decomposition, any measured R P value is a measure of the resistance to charge transfer of the sum of these two reactions. at pH = 9.5 and 11.0 are plotted in Fig. 15 48 However, the data in Fig. 15 show that the rate of interfacial reaction (R P −1 ) can be increased by adding HCO 3 − /CO 3 2− without changing the pH. This would suggest that the rate of chemical dissolution of U VI species (as U VI O 2 (CO 3 ) x (2-2x)+ ) is the key feature controlling the surface reactivity. However, since a similar but smaller increase in R P −1 is observed by changing the pH at the same [CO 3 ] tot the possibility remains that HO 2 − is more electroactive than H 2 O 2 .
Conclusions
The anodic behavior of SIMFUEL in solutions containing H 2 O 2 and HCO 3 − /CO 3 2− has been studied electrochemically and using surface analytical techniques. Two anodic reactions are possible: the dissolution of UO 2 and the oxidation of H 2 O 2 .
In the absence of HCO 
